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Tammann' noted that it is a more active catalyst than the alkalis.
"If to a dilute solution of ferric chloride, of which the color is a clear yellow, there is added a solution of hydrogen peroxide, the color deepens immediately and takes on the brown tint of the basic chloride; the evolution of oxygen then begins and is accelerated with rise of temperature." Spring believes that the decomposition of the hydrogen peroxide is in part due to the formation of colloidal ferric hydroxide or a colloidal basic salt. He also believes that there is a chemical reaction between the hydrogen peroxide and the ferric chloride.
Bredig and von Berneck3 disagree with Spring's views, and give experimental evidence to show that colloidal ferric hydroxide has almost no action on hydrogen peroxide solutions, and that iron salts (as typified by ferrous sulphate) are most active in nearly neutral solutions. This activity they admit may be due to the formation of a basic salt or to the formation of a peroxidized compound of iron.
It is the purpose of this investigation to study the relative effects of different ferric salts upon the decomposition of hydrogen peroxide, both alone and in the presence of additional substances, with the purpose of arriving a t a better understanding of the mechanism of the reaction.
Preliminary Experiments-Evidence of a n Intermediate
Compound If a solution of a ferric salt (the chloride, nitrate, or sulphate) is diluted so as to be nearly colorless, and to I O cc of the solution a drop or two of 3070 hydrogen peroxide is added, a fairly deep coloration results, which in this dilution has a distinct lavender tint. The solution begins at once to evolve oxygen, and when the evolution of gas ceases has again become practically colorless ; quantitative experiments show the hydrogen peroxide to be completely decomposed. Such Spring' describes the action as follows :
Tammann: Ziet. phys. Chem., 4, 441 (1889) . Spring: Bull. Acad. roy. Belg., 111, 30, 48 (1895) .
behavior indicates the probability of the formation of an intermediate compound, which is by no means the basic salt assumed by Spring.l
The theory which explains certain catalytic phenomena by assuming the formation of an intermediate compound is
not new, having been first promulgated by Desormes and Clement2 in connection with the action of nitric oxide on the oxidation of sulphur dioxide. Bredig, and WeinmayrJ3 who studied the periodic decomposition of hydrogen peroxide in contact with metallic mercury, believe it to be, due to the alternate formation and decomposition of a peroxide of mercury, which has been isolated by Antropoff* and found to be a dark red, extremely unstable substance. Job5 and Baur6 explain the oxidizing action of hydrogen peroxide in' the presence of cerium salts as due to the intermediate formation of cerium peroxide, a compound which has also been isolated.' Brode8 explains ;the accelerating action of molybdic acid on the reaction between hydrogen peroxide and hydriodic acid by assuming the intermediate formation of permolybdic acid. The oxidation of sodium thiosulphate by hydrogen peroxide in the presence of the same catalyst is explained in the same manner.'O Schdnbeinll thought the action of lead acetate on hydrogen peroxide to be due to the alternate oxidation of lead oxide and reduction of the peroxide. There are a large number of compounds of relatively high oxidation known to be formed by means of hydrogen peroxide, among them perchromic acid,l peruranic acid, titanium p e r~x i d e ,~ zinc peroxide, bismuth peroxide, and various peroxidized compounds of iron.
The distinct lavender color obtained when hydrogen peroxide reacts on dilute ferric salt solutions indicates a possibility that ferric acid is the intermediate compound formed in the reaction. The acid itself, owing to its instability, has never been isolated, but some of its salts are well known,7 and in dilute solution have the characteristic lavender colot mentioned. Attempts were made to isolate the colored intermediate product by shaking out with an immiscible solvent, but it proved to be insoluble in all the solvents used such as ether, chloroform, carbon tetrachloride, benzene, etc., neither could it be precipitated out by cooling an alcohol solution in freezing mixtures. Since dilute ferric chloride solutions must be used in order to avoid violent decomposition of the hydrogen peroxide, the amount cf intermediate compound formed is consequently very small and is apparently quite soluble in water. "It must be admitted even by opponents of the theory that the intermediate compound must be labile or unstable for the catalyst to exert a great activity."S If an excess of alkali :s added to the mixture of hydrogen peroxide and ferric salt solution before the former has had time t o decompose, a very deep red precipitate is obtained, which after thorough washing yields a small amount of oxygen upon ignition. Manchotg claims to have obtained a superoxide FesO; which may possibly have been a mixture of a compound of even higher oxidation with Fe203. 
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When an excess of a cold mixture of potassium hydroxide and "perhydrol" is added to a ferric chloride solution a solution is obtained having a deep red color. If barium hydroxide is now added to this solution a deep claret-red gelatinous precipitate is obtained. This precipitate when washed dissolves in hydrochloric acid with the liberation of chlorine, indicating it to be the barium salt of a higher oxide of iron mixed no doubt with considerable ferric hydroxide. Barium ferrate as ordinarily prepared is not gelatinous but resembles barium sulphate and barium chromate in its physical state. However, barium sulphate is also known to exist under certain conditions in a gelatinous form and barium chromate was produced in the course of this research in the form of a gelatinous precipitate as follows :
Chromium chloride solution when warmed to about 40' accelerates the decomposition of hydrogen peroxide. The solution changes from green to yellow indicating the formation of the chromate ion and back to the green color of the chromic salt a t the end of the reaction. When barium hydroxide was added to the solution a t its yellow stage a flocculent yellow precipitate was obtained which was found to be a mixture of barium chromate and chromium hydroxide.
Mechanism of the Reaction
Preliwaii.zary Discussion.-The results of the qualitative experiments above described indicate that there is formed in the reaction between hydrogen peroxide and ferric salts an intermediate product of higher oxidation, probably the unstable ferric acid. From the composition of its derivatives the formula of this acid may be assumed to be H2Fe04. With this assumption the general reaction for any ferric salt may be formulated then as follows, R indicating any monovalent acid radical. with subsequent solution in both cases of the hydrated ferric oxide in the acid resulting in equation (I) ; such a reaction is similar to the reduction of potassium permanganate by hydrogen peroxide in acid solution.
If ( a ) is the case it might be expected that in the presence of hydrochloric acid the latter would be oxidized to liberate chlorine; in fact barium ferrate dissolves in hydrochloric acid with immedkte evolution of chlorine. However, no chlorine was detected among the products of the reaction between ferric chloride and hydrogen peroxide. These results seem to dispose of the first assumption leaving the second to be confirmed.
With this end in view barium ferrate was prepared by precipitating an alkaline potassium ferrate solution with barium chloride. The potassium ferrate was prepared by passing a rapid stream of chlorine into a suspension of ferric hydroxide in concentrated potassium hydroxide. The precipitated barium ferrate was washed with distilled water until shown to be free from alkali and hypochlorites. It was then dissolved in dilute acetic acid, with which it forms a fairly stable deep red solution although with the strong mineral acids it immediately decomposes, forming the corresponding ferric salt.
To the acetic acid solution, which upon examination proved to be evolving a gas only very, very slowly, a little hydrogen peroxide was added. Oxygen was at once copiously evolved and in the course of a few minutes the solution had become the color of the dilute ferric acetate solution. This IlIerz: Jour. prakt. Chem., 101, 268 (1867).
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indicates that ferric acid in acid solution is reduced by hydrogen peroxide as follows :
For the sake of simplicity we may assume this to be taking place in the following successive stages :
an assumption which is supported by the fact that the alkali salts of ferric acid decompose in dilute neutral solution, precipitating ferric hydroxide. .
Summarizing the discussion of the last few pages we may assume the catalytic decomposition of hydrogen peroxide by ferric salts in general to take place in the following successive stages :
Thus the complete reaction may be expressed by the simple equation
In the above series of equations (2), representing the reaction in which a gas is evolved, is the one actually measured by the gasometric method used in this research. Reaction ( I ) is apparently instantaneous and reaction (3) has only an indirect effect on the evolution of oxygen.
A Quantitative Study of the Reaction
hfethod.-For measuring the rate of evolution of oxygen, the gasometric method described in the preceding paper was used. It was there shown to be capable of giving very accurate results, Materials.-The hydrogen peroxide and water were the same as used in the experiments described in the preceding paper. The salts used as catalysts were recrystallized several times from specially distilled water. The ferric salts were shown to be free from manganese compounds and concentrated stock solutions were made up of which the iron content All experiments were carried on at 25'. was determined by titration with potassium dichromate. Catalyst solutions of the desired concentration were prepared immediately before use (in order to minimize the effect of hydrolysis) by diluting the stock solutions.
Results-Explanation of Tables.-' The tables of data representing the velocity of evolution of oxygen in the presence of various substances have been condensed as in the preceding paper and summarized in separate tables. The following symbols are used:
t the time in minutes.
x milligrams of oxygen evolved in the time t. a total weight (in milligrams) of oxygen evolved. K, IOI X 0.4343 K (for first order reaction). C Concentration in mols per liter.
.
The velocity constants were calculated as described in the preceding paper; in summarizing them the first constant of any series is selected for reasons expressed in section 7b as most closely approximating the true specific velocity. Concentrations are expressed in mols per liter except in the summaries where for the purpose of comparison they are expressed in gram equivalents per liter. It should be noted that the velocities obtained in these experiments so far exceed that of the spontaneous decomposition of the hydrogen peroxide at 2 5 O that the effect of the latter may be ignored.
. Factors in t h e Velocity of the Reaction
the equilibrium of reaction (I) depends upon the following:
(u) The concentration of ferric salt. This depends not only upon the amount originally present but also upon the rate with which it is renewed by reaction (3).
( b ) The ionization of the ferric salt.
(c) The concentration of hydrogen peroxide. In all experiments an initial concentration of about 0. I 2 mol per In the cycle of reactions:
liter was used which is greatly in excess of the concentration of catalyst.
(d) The water present, which is in large excess, as experiments are conducted in dilute solutions. Its concentration may be taken as unity.
(e) The concentration of the ferric acid which is probably but little ionized.
(j') The hydrogen ion concentration.
(g) The nature and concentration of the anions. Reaction ( 2 ) in which the oxygen is evolved is the relatively slow irreversible reaction whose velocity is measured. It is known that high pressures of oxygen have no effect on the rate of decomposition of hydrogen per0xide.l The initial velocity of this reaction will depend upon :
(a) The concentration of hydrogen peroxide.
(b) The concentration of ferric acid which is dependent upon the equilibrium in reaction (I) .
The rate of solution of ferric hydroxide in the acid present, according to reaction ( 3 ) , will, if the physical condition of the ferric hydroxide is always the same, be also dependent upon the hydrogen ion concentration. It is thus apparent that increase in the hydrogen ion concentration will have two separate opposing effects, the one shifting the equilibrium so as to produce less ferric acid, the other increasing the rate a t which the catalyst is renewed, thus tending to produce more ferric acid. In any such cycle of mutually interdependent reactions the same sort of influence of one of the products of the first reaction should be expected. The actual total influence of change in hydrogen ion concentration, then, depends upon the relative magnitudes of the two opposing effects.
The equilibrium of reaction (3) is also a factor in the SYStem, that is, the extent to which the ferric hydroxide is again converted into active catalyst.
In order to investigate the actual results of altering the several variables the influence of the following variables on the reaction was studied. The effect of solvents such as were used in the investigation reported in the preceding paper.
6, The Order of the Reaction Hydrogen peroxide in its decomposition usually conforms to the mathematical expression for a monomolecular reaction. Such is the case, for example, when it is catalyzed by colloidal gold colloidal platinum or the iodide On the other hand it has been found to follow the second order of reaction4 when decomposed in quinoline solution under the catalytic influence of manganese acetate.
catalyst.
The equation zH2J?e04 + 3H202 -+ zFe(OH)S + 2Hz0 + 3 0 2 of which the velocity is measured is that of a quinquemolecular reaction. Such reactions as measured by our present methods are extremely rare however and it should therefore be of interest to determine the actual order which this reaction follows. In the following table K1 represents the velocity constant calculated according to the expression for a first order reaction, and Ka that for a second order reaction. Walton: Zeit. phys. Chem., 47, 1 8 j (1904) . Walton and Jones: Jour. Am. Chem. SOC., 38, 1956 SOC., 38, (1916 .
An examination of the constants obtained will show that the reaction is not of the second order, while the constants for the first order agree relatively closely. There is obviously, however, a slight disturbing effect due to a side reaction which will be discussed later, which evidences itself in the decrease in the value of the constants in the first column.
The reaction measured, notwithstanding the form of its equation, is apparently one of the first order. This result may be explained by the fact that the initial concentration of the hydrogen peroxide present (approximately 0. I 2 mol per liter) is greatly in excess of that of the iron compound (the ferric chloride being present in a concentration of 0.002974 mol per liter). Since the concentration of the intermediate product (the effect of hydrolysis excepted) remains constant throughout any given experiment, the velocity will vary only as the concentration of hydrogen peroxide varies, thus fulfilling the requirements for the velocity of a monomolecular reaction. In two different experiments, other conditions being constallt, the relative velocities of decomposition of the hydrogen peroxide will depend upon the relative concentration of the catalyst.
7a. Effect of Concentration of the Catalyst Most frequently in the case of a monomolecular reaction, if there are no disturbing effects, the velocity of the reaction is proportional to the concentration of catalyst present. Por example, the speed of inversion of cane sugar in dilute acid solutions,l and the rate of decomposition of diazo acetic esterJ2 are proportional to the concentration of hydrogen ion present ; the velocity of condensation of acetone is proportional t o the hydroxyl ion concentration, while that of the synthesis of benzoin is proportional to the concentration of cyanide ions. On the other hand, certain investigators have shown the ve- 
I
locities of the following reactions to be proportional to the square of the concentration of the catalyst : the oxidation ' of hydriodic acid by bromic acid1 and by iodic acid and the chlorination of benzene. The dissolution of arsenious oxide is accelerated by both hydrogen and hydroxyl ions and the rate is proportional to the square root of the concentration of these ions. The effect of the concentration of the ferric salts used as catalysts is shown in Tables 11, 111 , IV, and V and graphically illustrated in Fig. I . In Table V , the "mean K," is the mean value of two or more first constants in separate experiments. As heretofore mentioned the first constant is selected as more nearly approximating the true value.
The identical effect of equivalent quantities of ferric chloride and ferric nitrate is striking. The lower half of the curve for these two substances shows that the velocity of decomposition of hydrogen peroxide is directly proportional to the concentration of the ferric salt when the latter is present in not more than 0 . 0 0 2 mol per liter. The slight sagging of the curve near the origin, which indicates a lower velocity than that expected, may be due to the fact that hydrolysis of the catalyst in this concentration would remove a larger proportion of it from the sphere of chemical action. In like manner, hydrolysis of the ferric salt in greater concentrations may produce proportionately larger quantities of free acid which, as will be shown, retard the reaction. This effect would then account for the deviation of the curve from the proportionality line in concentrations above the 0.002 mol per liter. Another influence which is doubtless a t work is the decreased ionization of the ferric salts in larger concentrations with a consequent displacement of the equilibrium 2FeC13 + 3H202 + 2H20 J_ 2HZFe04 + 6HC1 to the left reducing the concentration of ferric acid and on that account retarding the evolution of oxygen. The marked differences between the velocities due to equivalent amounts of the nitrate and chloride on the one hand and the sulphate on the other demand further consideration. Since all salts with few exceptions, are quite highly ionized, no such difference in the ionization of ferric chloride and ferric sulphate can be assumed as to account for the great is intimately related to the effects of different acids and their salts upon ferric salt catalysis and will be reserved until these effects have been shown. It is worthy of note that ferric salts accelerate the decomposition of hydrogen peroxide much more than does an . 
7b. Effect of Hydrolysis of the Catalyst
It has already been noted that the value for the specific velocity as calculated by using the expression for a monomolecular reaction decreases slightly as the reaction proceeds and it has been suggested that this decrease is due to a simultaneous side reaction. Reference to Tables 11, 111 , and IV, reveals that this decrease is relatively, greater in more dilute solutions of the catalyst.
According to the method used in determining the reaction velocity one cubic centimeter of a ferric salt (catalyst) solution is suddenly diluted to twenty-six times its volume a t the outset of the reaction. It is well known that iron salts, being salts of a weak base are readily hydrolyzed, and it is apparent that hydrolysis must at once set in with the resultant formation of ferric hydroxide or basic salts of variable composition. Spring as already noted believes the decomposition of the hydrogen peroxide to be in some way connected with this hydrolysis, but it seems possible on the contrary that the hydrolysis may be more intimately connected with the decrease in the velocity constant. To verify the belief that such is the case the following series of experiments was carried out.
(I) A ferric chloride solution which had been in use as a catalyst when freshly prepared had after standing for a 'month become opalescent, indicating that considerable hydrolysis had taken place. No actual precipitation had yet taken place so that presumably a homogeneous sample was obtained. When used as a catalyst it gave considerably lower results than it had when freshly prepared: The sudden dilution of the solution at the outset of the reaction would cause further hydrolysis, with a consequent lowering in value for the later constants of the ser+es.
(2) Since colloidal ferric hydroxide may be one of the products of hydrolysis its effect on the decomposition of hydrogen peroxide is of interest. Bredig and von Berneckl showed its accelerating action to be negligible. Their results were confirmed. A colloidal ferric hydroxide sol which had been dialyzed 26 days with tap water and 5 days with distilled water was used as a catalyst, the reaction flask containing 0.0116 mol per liter of l?e(OH)3; in 60 minutes only 2.35 mg of oxygen were evolved from a solution containing 150 mg of hydrogen peroxide.
(3) It was also shown that the basic salt fofmed by the hydrolysis of ferric chloride has but little effect. The precipitate which had formed in a dilute solution of the salt after long standing was filtered and thoroughly washed. Several grams of this material in the reaction flask caused an evolution of only 3.69 mg of oxygen in 60 minutes. The effect of this substance is, therefore, negligible.
(4) According to the usual method of procedure in the experiments the catalyst solution is greatly diluted just at the outset of the reaction. It was desired to find out if lower constants would be obtained if the catalyst were allowed to hydrolyze for a time before coming in contact with the hydrogen peroxide. For this purpose two parallel experiments were carried on with a catalyst solution of the same concentration. In Experiment I, the catalyst was added in the It is therefore the first constant in each case which has been included in the summary tables and plotted in the various curves. 7c. Effect of Hydrogen Ion Concentration .The general statement is often made that acids preserve hydrogen per0xide.l Thenard2 has shown that the presence of free acids retards the catalytic action of colloidal gold; Walton and Judd3 found sulphuric acid to be an efficient preservative. Schonbein4 reports that acids decrease the velocity of oxidation of hydriodic acid by hydrogen peroxide ; &odeS reports acetic and oxalic acids to be especially effective on this reaction. Porlezza and Norzifi found that uric, benzoic, oxalic and hippuric acids retard the catalytic action of manganese sulphate.
Qualitative experiments showed that a few drops of hydrochloric acid in the ferric chloride solution matdally retard the rate of evolution of oxygen and a t the same time prevent the appearance of the violet color of the ferric acid; if the acid is added during the reaction the color is a t once discharged and the evolution of gas practically ceases.
The effect of addition of acid upon the equilibrium :
was investigated colorimetrically. A series of Nessler tubes containing equal volumes of solution having the same amount of ferric chloride but varying amounts of N/ IOO hydrochloric acid were examined and it was found that the color was lighter, the more acid there was present. I t is therefore clear that free acid, as would be expected displaces the above equilibrium to the left. The data given in Tables VI VI1 and VI11 show the effect of different concentrations of acid upon the velocity of del Spring: Zeit. phys. Chem., 19, 161 (1896).
Thenard: Ann. Chim. Phys., (2) 9, 96 (1818). Walton and Judd: Zeit. phys. Chem., 83, 315 (1913 peroxide by shifting the equilibrium of the reaction in which ferric acid is produced. It must be remembered however that acid also affects the rate a t which the catalyst is renewed so that it exerts two opposing effects. The facts indicate that the influence on the ferric acid equilibrium is of greater magnitude than that on the renewal of catalyst.
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A further influence of acids having an ion in common with the catalyst such as sulphuric acid with the ferric sulphate, and hydrochloric acid with the ferric chloride, will be to slightly decrease the dissociation of the catalyst, and in that way exert a retarding effect. 
7d. Effect of Neutral Salts
Tables X to XIII, inclusive, show the effects of varying amounts of sodium chloride, mercuric chloride, sodium sulphate and sodium formate on the ferric chloride catalysis. The results are summarized in Table XIV and shown graphically in Fig. 5 .
A salt having an ion in common with the catalyst retards the reaction, although comparatively slightly as is shown by the effect of sodium chloride on the ferric chloride catalysis and that of sodium sulphate on the ferric sulphate catalysis. (Table XV and Fig. 4 .) The effect is undoubtedly due to the effect upon the ferric acid equilibrium of the increase in concentration of the chloride or sulphate ion, resulting in decreased dissociation of the catalyst and consequent formation of a smaller concentration of the intermediate product. This effect is analagous to that of sodium acetate in decreasing the velocity of inversion of cane sugar by acetic acid. That a less dissociated chloride has a similar though very small effect on the ferric chloride catalysis is shown by the action of mercuric chloride on the reaction. Although it has been shown that a peroxide of mercury1 is formed by and rex Bredig and Weinmayr: LOC. cit. acts with hydrogen peroxide, mercuric chloride alone has no effect whatever nor, according to Professor Walton, has mercuric cyanide. This fact is undoubtedly connected with their very small dissociation.
Sodium sulphate and sodium formate retard the ferric chloride catalysis much more than does an equivalent concentration of sodium chloride, the salt of the weakest acid showing the greatest retarding effect. Sodium acetate exerts a similar marked effect ; concordant quantitative results were not obtained owing to the formation of a precipitate of basic ferric acetate during the reaction. These results are in harmony with the fact already noted that the ferric salt of a strong acid is a more effective catalyst than that of a weak acid.
When sodium formate for example is present with the ferric chloride an equilibrium between ferric chloride and ferric formate must result with two consequent equilibria between the ferric salts and ferric acid. The retardation then must be due in some way to the presence of the ferric formate as a catalyst. In the first place formic acid is a product of its action. This is a relatively weak acid and its dissociation is still further decreased by the hydrochloric acid already present. The effect of such a decreased hydrogen ion concentration will be two-fold: (I) it will shift the equilibrium with a resulting greater concentration of ferric acid and ( 2 ) it will retard the rate at which catalyst is renewed. It has already been pointed out that although these two effects are opposed the effect on the first equilibrium is of greater rnagnitude. It thus appears that the influence of sodium formate cannot be adequately explained by the change in hydrogen ion concentration. The introduction of formate ion must, therefore, be the cause of the retardation. The same considerations will hold for the effect of sodium sulphate on the ferric chloride catalysis and for the action of ferric sulphate as a catalyst.
According to our conception of hydrolysis, the three salts ferric chloride ( Two ferric salts mixed do not cause a velocity as great as the sum of the two separate effects. It thus appears that possibly the sulphate ion has a still further specific retarding influence that is not accounted for in the discussion of the previous results. Whether or not it is due to the formation of an inactive complex, as Brode believed in the case of ferrous sulphate and tungstic acid, is problematical.
Copper sulphate accelerates the ferric sulphate catalysis to a very marked degree. In this case the aforementioned retarding effect of sulphate ions must be greatly overbalanced by an effect of the copper ions, which apparently are very active in catalyzing the interaction between hydrogen peroxide and ferric acid.
together the action of ferric salts, as do urea, sugar, acetanilid, and acetaldehyde.
The effect of small amounts of alcohol on the ferric chloride catalysis is shown in Table XVII . Since the amount of oxygen evolved is not sufficient to account for complete decomposition of the hydrogen peroxide into oxygen and water, the results are of relative value only. They are sufficient to show, however, that only traces of this substance are necessary to greatly retard the reaction. It is clear that two influences are at work: ( I ) An oxidation of the alcohol to acetic acid (reference to such oxidations under the influence of ferric salts as catalysts has been made in the introduction,) and (2) the retarding effect of acetic acid already demonstrated. It should be noted that although the constants. are irregular, theretarding effect is in general of the same order of magnitude as that of acetic acid.
The slight effect of acetanilid on the sodium iodide catalysis is shown in Table XVIII 7. Alcohol, which is oxidized in the presence of a ferric salt, acts anticatalytically owing to the formation of acetic acid. Glycerine, sugar, gelatine, urea, and acetanilid also act as anticatalysts.
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